Chemistry 104 Laboratory Manual by Kalmatsky, Boris
City University of New York (CUNY) 
CUNY Academic Works 
Open Educational Resources City College of New York 
2020 
Chemistry 104 Laboratory Manual 
Boris Kalmatsky 
CUNY City College 
How does access to this work benefit you? Let us know! 
More information about this work at: https://academicworks.cuny.edu/cc_oers/272 
Discover additional works at: https://academicworks.cuny.edu 
This work is made publicly available by the City University of New York (CUNY). 
Contact: AcademicWorks@cuny.edu 
Chemistry 104 Laboratory Manual
The City College of New York
SPRING 2020
Copyright © Boris Kalmatsky

Contents
Chemistry 104 Laboratory Syllabus . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . i
Chemistry 104 Laboratory Safety Agreement . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . v
Experiment 1 Colligative Properties: Freezing-Point Depression and Molar Mass . . . . . . . 1
Experiment 2 Kinetics of the Reaction of FD&C Red #3 with Bleach . . . . . . . . . . . . . . . 13
Experiment 3 Enzyme Catalysis with Peroxidase . . . . . . . . . . . . . . . . . . . . . . . . . . 23
Experiment 4 Chemical Equilibrium: Formation Constant of a Complex Ion System . . . . . 31
Experiment 5 Analysis of Antacids by Back Titration . . . . . . . . . . . . . . . . . . . . . . . . 43
Experiment 6 Electrochemistry: Silver Ion Equilibrium . . . . . . . . . . . . . . . . . . . . . . 51
Appendix I General Laboratory Techniques . . . . . . . . . . . . . . . . . . . . . . . . . . . . 63
Appendix II Spectronic 20D+ Spectrophotometer . . . . . . . . . . . . . . . . . . . . . . . . 71

Chemistry 104 Laboratory Syllabus
Laboratory Schedule:
Week # Date Topic
1 1/27–1/31
Check in
Introduction to lab policies and safety rules
2 2/3–2/7 Colligative Properties: Freezing-Point Depression and Molar Mass
— 2/10–2/17 NO LAB (Applies ONLY to Chem 104 lab)
4 2/18–2/24 Kinetics of the Reaction of FD&C Red #3 with Bleach
5 2/25–3/2 Enzyme Catalysis with Peroxidase
6 3/3–3/9 Chemical Equilibrium: Formation Constant of a Complex Ion System, Part A
7 3/10–3/16 Chemical Equilibrium: Formation Constant of a Complex Ion System, Part B
8 3/17–3/23 Equilibrium and Reversible Reactions Virtual Experiment (handout)
9 3/24–3/30 Acid-Base Solutions Virtual Experiment (handout)
10 3/31–4/6 Analysis of Antacids by Back Titration
— 4/7, 4/17, 4/20 NO LAB (Applies ONLY to Chem 104 lab)
11 4/21–4/27 Chemical Kinetics Virtual Experiment (handout)
12 4/28–5/4 Electrochemistry: Silver Ion Equilibrium, Part A
13 5/5–5/11
Electrochemistry: Silver Ion Equilibrium, Parts B & C
Check out
Please note the days on which there is no lab scheduled.
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Grading: Lab reports are due at the end of each lab period and will be graded based on your experimental
results, data treatment, and answers to post-lab questions. Part of the grade for each report will include a
score for overall lab performance. This score will be based on your preparedness, attendance, adherence
to safety rules, experimental technique, and work ethic. You will incur point penalties if you arrive late or
unprepared, fail to abide by the safety rules or follow directions, and for being uncooperative or disruptive
to the class. For most experiments, you will be required to complete a pre-lab assignment. Pre-lab
assignments are located at the end of the corresponding section in the lab manual and are due at the
beginning of the lab period. A detailed point breakdown is given below.
Colligative Properties: Freezing-Point Depression and Molar Mass . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 20 points
Kinetics of the Reaction of FD&C Red #3 with Bleach. . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . .20 points
Enzyme Catalysis with Peroxidase . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 20 points
Chemical Equilibrium: Formation Constant of a Complex Ion System (2 weeks) . . . . . . . . . . . . . . . . 40 points
Equilibrium and Reversible Reactions Virtual Experiment . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 20 points
Acid-Base Solutions Virtual Experiment . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 20 points
Analysis of Antacids by Back Titration . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 20 points
Chemical Kinetics Virtual Experiment . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 20 points
Electrochemistry: Silver Ion Equilibrium (2 weeks). . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . .40 points
Lowest grade (1 week) . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . −20 points
Maximum points . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . 180 points
Attendance Policy: Your instructor will go over important experimental details and background infor-
mation at the beginning of each lab period. Therefore, arriving to lab on time is key to being able to
successfully complete the experimental work in the allotted amount of time. You will not be admitted
into the lab if you arrive over 15 minutes after the scheduled start time. There will be no lab makeups. It is
understood that a need to miss lab can arise. To accommodate any such circumstances, your lowest grade
for one week’s work (up to 20 points) will be dropped. Any additional absences will generally result in a
grade of zero for the missed experiment.
Preparation: Adequate preparation is essential to your success in the lab. Arriving unprepared negatively
affects not only your performance, but the flow of the lab as a whole due to your instructor having
to dedicate his/her valuable time to getting you up to speed. Read the experiment before coming to
lab. You may find it necessary to review the material in your textbook. It is always a good idea to
familiarize yourself with the properties and hazards of the chemicals that you will be handling. Every
commercially available chemical has a Material Safety Data Sheet (MSDS). The MSDS can be easily
found online and is a good source for such information. A few useful instructional videos can be found
here: https://www.youtube.com/watch?v=d2h_4MjpXYk&list=PLu4qEJ1RCX-OJ4zlXh1xDshamgn771aYp.
You are encouraged to watch the relevant videos before coming to lab.
Safety and Conduct: You are expected to conduct yourself in a safe and responsible manner in the lab at
all times. If you do not follow the safety rules, you will be removed from the lab and will lose credit for the
experiment. You will be provided one pair of goggles at check-in. Goggles must be worn at all times when
you are in the lab or the balance room. You must wear shoes that completely cover your feet and pants
that cover your ankles. Sandals, flip-flops, and other types of open-toed shoes are not permitted. Shorts,
skirts, tank tops, sleeveless shirts, and other types of clothes that expose an excessive amount of skin are
not permitted. You will not be admitted into the lab dressed in a way that violates the dress code. Food,
drinks, backpacks, coats are not allowed on the floors and bench tops around your work area for safety
reasons. Cell phone use is not permitted in the lab. No horseplay will be tolerated.
Equipment Breakage: You will be billed for any equipment that you break or damage during the semester
at check out. Payment by personal check or money order must be remitted to the Chemistry Department
ii
office (MR1024) within 10 days. If the bill is not paid, your registration for next semester will be blocked
and/or your degree will be withheld.
Academic Integrity: Students have the responsibility to know and observe the requirements of The City
College Code of Student Academic Integrity. The standards of academic integrity will be enforced in
this course. The code forbids cheating, fabrication or falsification of data, plagiarism, and complicity in
academic dishonesty. All cases of academic dishonesty will be prosecuted.
Students with Disabilities: In compliance with CCNY policy and equal access laws, appropriate academic
accommodations are offered for students with disability. Students must first register with The AccessAbility
Center for reasonable academic accommodations. The AccessAbility Center is located in the North
Academic Center, Rm. 1/218, Tel: (212) 650-5913. Under The Americans with Disability Act, an individual
with a disability is a person who has a physical or mental impairment that substantially limits one or more
major life activities. If you have any such issues, you are encouraged to visit the AccessAbility Center to
determine which services may be appropriate for you.
iii

Chemistry 104 Laboratory Safety
Agreement
Read the following safety precautions carefully and sign the agreement below. Submit the bottom part
of the page to your instructor.
1. Absolutely no unauthorized experiments should be attempted.
2. Safety glasses must be worn at all times in the lab and the analytical balance room.
3. Familiarize yourself with the location of the eye wash station and the fire extinguisher.
4. Wear shoes that completely cover your feet and pants that cover your ankles. Sandals, flip-flops, and
other types of open-toed shoes are not permitted. Shorts, skirts, tank tops, sleeveless shirts, and
other types of clothes that expose an excessive amount of skin are not permitted. You will not be
admitted into the lab dressed in a way that violates the dress code.
5. Do not eat, drink or apply cosmetics in the lab area.
6. Do not clutter bench tops with coats, books, bags, etc. Keep the laboratory benches clear.
7. Use only equipment that is in good condition. Report any damaged (broken, chipped) glassware to
your instructor. Do not play with any equipment.
8. Dispose of waste and excess materials in the proper manner. If you are uncertain, ask your instructor.
As a general rule, concentrated acids and bases, organic solvents, and solutions of heavy metal ions
must be discarded in a specifically designated waste container. Discard glass waste in the box labeled
for broken glass disposal.
9. Handle chemicals with caution.
(a) Read labels carefully.
(b) Wear gloves when handling chemicals. Change gloves after any contamination.
(c) Do not waste chemicals. Use only what is needed.
(d) Leave chemicals in their proper place.
(e) Immediately clean up all spills.
10. Always conduct yourself in a professional manner. Have fun while working in the laboratory, but
there will be NO running or playing around, or similar activities that might be dangerous to you or
your neighbor.
11. Before leaving the lab, make sure that your station is clean and that all glassware has been washed
and returned to the proper place.
12. Wash hands before leaving the lab.
13. Immediately report all accidents that cause injury, no matter how minor, to the laboratory instructor.
" . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . .
I have read carefully all of the safety precautions that are summarized above and recognize that it is
my responsibility to observe them throughout my chemistry course.





Depression and Molar Mass
Background Reading:
General Chemistry: Principles and Modern Applications by Petrucci, sections 13.8–13.9
Objectives
• To learn how to determine the freezing point of a liquid
• To determine the molar mass of an unknown solute
Equipment and Chemicals
Equipment: 250 mL beaker, 50 mL conical tube, clamp, ring stand, digital thermometer, digital timer,
50 mL Erlenmeyer flask w/stopper, scoopula
Chemicals: cyclohexane, unknown solid, saturated NaCl, ice
Introduction
Colligative Properties Defined
A solution is a homogeneous mixture that contains two or more substances. The major component of a
solution is called the solvent and the minor component(s) is(are) the solute(s). A well-known phenomenon
that demonstrates how the physical properties of a solution differ from those of a pure solvent is the
difference between the freezing temperatures of seawater and freshwater. Seawater is a fairly concentrated
soluton of various salts (predominantly NaCl), whereas freshwater is relatively pure. Due to the fact that
seawater contains a much higher concentration of dissolved ions, seas and oceans freeze at significantly
lower temperatures than lakes.
Dilute solutions of non-volatile solutes exhibit certain properties that are independent of the identity of
the solute. Solution properties that depend only on the total number of solute particles, irrespective of
their identity, are termed colligative properties. There are four such solution properties:
• Osmotic pressure
• Freezing point depression
• Boiling point elevation
• Vapor pressure lowering
The word colligative means collective. The reason these four properties are called colligative is because
they depend on the collective amount of all dissolved particles and not on the individual properties of
those particles. For example, aqueous solutions of glucose and ethylene glycol of the same concentration
would have the same colligative properties, even though glucose and ethylene glycol themselves are
very different compounds, having their own unique physical properties. This definition applies only to
non-volatile solutes, which are usually (but not necessarily) solid. An example of a well known non-volatile
liquid is ethylene glycol, a component of antifreeze.
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Freezing point depression (∆TF) is defined by Equation (1). It is related to the molality of the solute and to
a constant (KF) that is specific to the solvent. Molality (m) is the most convenient unit of concentration to
use when studying colligative properties.
∆TF = TF (pure solvent)−TF (solution) = KFmi (1)
TF = freezing point
KF = freezing point depression constant for the solvent (in ◦C kg mol−1)
m = molality of the solute
i = van’t Hoff factor (= 1 for non-electrolytes)
The van’t Hoff factor, i , is the number of moles of particles introduced into solution per mole of solute
dissolved. For strong electrolytes (solutes that dissociate fully into ions), the van’t Hoff factor is equivalent
to the number of discrete ions per formula unit of the substance. For example, when NaCl dissolves
in water, it dissociates almost completely into free Na+ and Cl− ions. Therefore, for NaCl, i = 2. For
non-electrolytes (solutes that do not dissociate into ions), i = 1. Non-polar solvents like cyclohexane are
incapable of dissolving electrolytes to any significant extent, so for such solvents i always equals one.
Colligative properties are widely used for the determination of molar mass. Suppose we needed to
determine the molar mass of an unknown non-electrolyte. We could dissolve a known mass of the
compound in a known mass of the solvent of our choice and then measure the freezing point depression
for the resulting solution. Using Equation 1, we could then obtain the molality of the compound, which
would give us the number of moles of the compound in the solution. Based on the measured mass and
number of moles of the unknown compound, we can calculate its molar mass.
Table 1 lists freezing point data for a few common solvents. These solvents are typically used for freezing
point depression experiments because of their convenient freezing point temperatures and their relatively
large KF values.
Table 1 Sample freezing point depression constants






Determining Molar Mass from Freezing Point Depression
The goal of this experiment is to determine the molar mass of an unknown compound using a technique
called cryoscopy. The first step will be to measure the freezing point of pure cyclohexane – the solvent in
our experiment. A reference freezing point for the solvent must be established in order to compensate
for any error in measuring the temperature and to account for any impurities in the solvent. The molar
mass of an unknown compound will be determined by dissolving a known mass of the compound in a
known mass of cyclohexane and then measuring the freezing point depression for the resulting solution,
as demonstrated in the example problem.
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You may observe a phenomenon called supercooling, wherein a substance remains a liquid below its
freezing point. It is an unstable state, and any disturbance will trigger rapid crystallization followed by
a slight rise in temperature to the actual freezing point. Supercooling is undesirable in our experiment
because it tends to obscure the freezing point on the cooling curves. Supercooling can be avoided by
constantly stirring the solvent while it is being cooled. Figure 1 shows the expected shapes of our cooling
curves. For a pure solvent, the temperature will at first rapidly decrease as the liquid cools. When the
freezing point is reached, the temperature will stabilize and remain constant until the freezing is complete.
This temperature is the freezing point of the solvent. In the case of a solution, the situation is more
complicated. As the freezing proceeds, the remaining solution becomes more and more concentrated,
which causes the temperature to decrease continuously. The freezing point of a solution can be estimated
as the first point at which the rate of cooling becomes steady.













Figure 1 Cooling curves for a solvent and a solution
Example
A solution containing 1.95 g of biphenyl in 100 g of tert-butanol was found to freeze at 24.34 ◦C. Using the
data for tert-butanol in Table 1, calculate the molar mass of biphenyl.
Solution
We begin by finding the freezing point depression, ∆TF:
∆TF = 25.50 ◦C−24.34 ◦C = 1.16 ◦C
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From the freezing point depression, we can obtain the molality of the solution using Equation (1):
m = 1.16
◦C
9.10 ◦C kg mol−1
= 0.127 mol kg−1
From the molality, we can obtain the number of moles of biphenyl dissolved in 100 g of tert-butanol:
moles of biphenyl = (0.127 mol kg−1)(100 g) 1 kg
1000 g
= 0.0127 mol
Finally, we can calculate the molar mass of biphenyl:
molar mass of biphenyl = 1.95 g
0.0127 mol
= 154 g mol−1
Procedure
A. Freezing Point of Cyclohexane
+ The cooling bath must be prepared not more than 5 minutes prior to the beginning of a freezing
point measurement. Note that we also utilize freezing point depression in the preparation of our
cooling bath. Sodium chloride lowers the freezing point of water and allows us to achieve a much lower
temperature than would be possible with pure water. As the ice melts, sodium chloride gets diluted,
which raises the temperature of the bath.
Figure 2 Freezing point apparatus
1. Prepare a cooling bath by adding 100 mL of saturated NaCl to a 250 mL beaker followed by enough ice
to bring the total volume to about 200 mL.
2. Add approximately 30 mL of cyclohexane to a clean and dry 50 mL conical tube and clamp the tube to
the ring stand.
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3. Insert a digital thermometer into the tube so that the bottom of the probe is at least 1 inch below the
surface of the liquid.
4. Make sure you are prepared to start the experiment before proceeding further. Set your timer to 10
minutes. (Note: The timer is being set to an excess amount of time. It should not be necessary to collect
data for the full 10 minutes.)
5. Gently lower the tube into the cooling bath until the entire volume of cyclohexane is submerged.
Cooling will be rapid, so begin recording the temperature as soon as the tube is placed in the cooling
bath. Begin stirring the solvent in a circular motion with the probe of your thermometer. Continue
stirring until all of the necessary data is collected.
6. Record the temperature in 15 second intervals. You can stop 2 minutes after the solvent begins to freeze
or when the temperature declines below 1 ◦C.
7. Melt the cyclohexane using a hot air dryer and save it for the next part of the experiment. (Note: Warm
the solvent to approximately room temperature. Cyclohexane is volatile and flammable, so it should not
be heated excessively.)
8. Discard the cooling bath down the drain.
B. Molar Mass of Unknown Compound
+ Perform all weighing steps using the same balance.
+ The cooling bath must be prepared not more than 5 minutes prior to the beginning of a freezing point
measurement.
1. Determine the mass of a clean and dry 50 mL Erlenmeyer flask with a rubber stopper.
2. Transfer the 30 mL of cyclohexane from Part A to the Erlenmeyer flask. Insert the stopper and weigh
the flask.
3. Obtain a weighing boat with the unknown compound from your instructor. Do not weigh the solid
separately. Transfer the entire contents of the weighing boat to the Erlenmeyer flask. Insert the stopper
and weigh the flask.
4. Gently swirl the flask to dissolve the solid, taking care not to allow the liquid to come into contact with
the stopper. (Caution: Do not shake the flask.)
5. Prepare a new cooling bath as described in Part A.
6. When the solid is completely dissolved, transfer the solution to a clean and dry 50 mL conical tube and
repeat the freezing point measurement procedure performed in Part A.
7. After all of the necessary data is collected, melt the solution and discard it in the appropriate hazardous
waste container.
8. Discard the cooling bath down the drain.
Cleanup and Waste Disposal
Discard all cyclohexane and acetone waste in the appropriate hazardous waste container. At the end of
the experiment, rinse your Erlenmeyer flask and conical tube with a small amount of acetone. Pour the
acetone in the cyclohexane waste container.
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Graphing and Calculations
1. Create two separate temperature (y-axis) vs. time (x-axis) plots for pure cyclohexane and the solution
of the unknown compound as follows:
a) Log into the computer with your CCNY email credentials.
b) Launch Excel. (Start Menu → Programs → Microsoft Office → Excel)
c) Double-click on A:1 cell and name it Time. Change the B:1 cell to Temperature.
d) Input the data under each respective cell.
e) Enter ‘Insert Scatter‘ in the search bar, select the first option (Insert scatter (X, Y) or bubble plot)
and select the second graph (Scatter with smooth lines or Markers).
f) Right click on the blank graph, select Select Data. Under Legend Entries (Series), select Add.
g) Enter appropriate name for your graph under Series name. Then click on the empty box under
Series X values. Highlight your time data points. Select the empty box under Series Y values and
highlight your Temperature data points. NOTE: if an error pops up, delete everything in the empty
box and select again. Click OK, then click OK again.
h) To draw the best fit line through the freezing region of the graph, select the graph, right click, click
on Select Data, and under Legend Entries (series), select Add. Select the X values (Series X values)
and Y values (Series Y values) of the corresponding freezing region in your table. NOTE: if an error
pops up, delete everything in the empty box and select again.
i) Next, select the data points of the freezing region on the graph. Select the Design tab, followed by
Add Chart Element, select Trendline, More Trendline Options. On the side window, select Linear
and check off a box next to Display Equation on Chart. To extrapolate data, edit the Forward or
Backward periods for as many points as you would like.
j) To add axis titles, go to the Design Tab, select Add Chart Element, and then Axis Titles.
k) Click on a random cell (make sure the graph is not selected). Click on the File tab, then Print.
2. Determine the freezing point of cyclohexane. The initial horizontal portion of the cooling curve
corresponds to the freezing point of the solvent. (Figure 3)
3. Determine the freezing point of the solution of the unknown compound. The freezing point corre-
sponds to the first data point at which the rate of cooling becomes steady. (Figure 4) To locate the
freezing point, draw a best-fit line through the freezing region of the graph and identify the leftmost
point that falls on this line. The temperature at that point is the freezing point. Do not include points
below 1 ◦C in the best-fit line. Ask your instructor to examine your graph and to confirm your freezing
point selection.
4. Using the literature value of KF for cyclohexane found in Table 1 and your experimentally determined
freezing point of cyclohexane, calculate the molality of the unknown compound.
5. Calculate the molar mass of the unknown compound.
6. Select File → Print. Change the scaling to Fit Sheet on One Page. Make sure that the correct printer is
selected (HP LaserJet). Click Print.
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Figure 3 Freezing point of the solvent
Figure 4 Freezing point of the solution

Printed Name Date Section
Report Sheet
Colligative Properties: Freezing-Point Depression
and Molar Mass
Cooling Curve Data

































Freezing point of pure cyclohexane ◦C
9
Molar Mass of Unknown Compound
Mass of flask and stopper g
Mass of flask, stopper, and solvent g
Mass of flask, stopper, solvent, and solute g
Mass of solvent (cyclohexane) g
Mass of solute (unknown compound) g
Freezing point of solution of unknown compound ◦C
Molality of unknown compound mol/kg
Molar mass of unknown compound g/mol
10
Printed Name Date Section
Pre-Lab Assignment
Colligative Properties: Freezing-Point Depression
and Molar Mass
1. How many grams of NaNO3 would you add to 500 g of H2O in order to prepare a solution that is 0.500
molal in NaNO3?
2. Calculate the freezing point of a solution containing 1.25 g of benzene in 100 g of chloroform.
3. A solution containing 0.750 g of an unknown substance in 30.0 g of cyclohexane was found to freeze at
3.1 ◦C. What is the molar mass of the unknown substance?
4. Describe in general terms an experiment to determine the molal freezing point depression constant




Kinetics of the Reaction of FD&C Red #3
with Bleach
Background Reading:
General Chemistry: Principles and Modern Applications by Petrucci, sections 14.1–14.7
Objectives
• To determine the molar extinction coefficient of a colored compound
• To determine the rate law of a reaction
Equipment and Chemicals
Equipment: Spectronic 20D+ spectrophotometer, digital timer, small test tubes (5), 25 mL volumetric
flask, 2 mL pipette (2), 5 mL pipette (2), pipette pump, 10 ml beaker, 50 mL beaker (2)
Chemicals: FD&C Red #3 stock solution (6.00×10−4 mol L−1), 1.6 M sodium chloride solution, Clorox
bleach
Introduction
Rate of Reaction Defined
Reaction rate can be defined as the rate of disappearance of a reactant or the rate of appearance of a
product. The choice of the experimental method for measuring the rate of a reaction depends on the
properties of the reactant(s) and product(s). Reactions in which either a reactant or product is colored are
especially convenient to study because the concentration of a colored compound can be easily determined
spectrophotometrically. Recall that most colored compounds obey Beer’s law:
A = εcl (1)
where A is the absorbance, ε is the molar absorptivity (a constant that is specific to the compound at a
given wavelength), c is the molar concentration of the compound, and l is the path length (the distance
that the light must travel through the solution, which is typically 1 cm).
Consider the hypothetical reaction
A + B C + D
Suppose that species A is colored and species B, C, and D are not. In this case, the only source of color in
the reaction solution is species A. We could conveniently measure the rate of this reaction by recording
the absorbance, which is directly related to [A] via Beer’s law, as a function of time. The mathematical
definition for the rate of this reaction can be expressed as
Rate = −(change in concentration of A)
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A negative sign is placed in front of∆[A] in order to make the rate positive. The rate law for our hypothetical




where [A] and [B] are the molar concentrations of the reactants, and k is the specific rate constant. The
rate law provides crucial insight into the reaction mechanism. Therefore, elucidation of the rate law,
which in our case involves determination of the numerical values of m and n, is often the main objective
of a chemical kinetics experiment. Suppose we found that m = 2 and n = 1. The rate law for our reaction
is then expressed as
Rate = k[A]2[B]
Since the rate is proportional to [B], it is clear that doubling [B] would cause the initial reaction rate to
double. Doubling [A], on the other hand, would cause the initial reaction rate to quadruple, since the
rate is proportional to the square of [A]. The exponent to which the concentration of a reactant is raised
defines the order with respect to that reactant. In our example, the reaction is said to be second order in A
and first order in B. The value of a reaction order is typically an integer, although fractional orders can
occur for complex reactions. It should be noted that a rate law cannot be derived from the stoichiometry
of a reaction and must always be determined experimentally. The value of the specific rate constant,
k, is independent of the reactant concentrations and changes only with temperature or if a catalyst is
introduced.
Pseudo-Order Kinetics
For a two-component reaction with the rate law
Rate = k[A]m[B]n
the analysis is complicated by the fact that the concentrations of both A and B change simultaneously in
the course of the reaction. This problem can be handled by using either the method of initial rates or the
pseudo-order method, whereby the reaction is reduced to a lower order. The latter method will be used in
this experiment.
The pseudo-order method simplifies the rate law by effectively taking one reactant out of the equation. If
we wished to monitor [A], we would adjust the concentrations such that [B] is much larger than [A]. Under
these conditions, [B] remains almost constant as the reaction proceeds, allowing us to treat the factor [B]n
in the rate law as a constant. Combining [B]n with the specific rate constant, k, yields a simplified rate law:
Rate = (k[B]n)[A]m = kobs[A]m (4)
where kobs is the observed rate constant, also referred to as the pseudo-order rate constant. It follows that
kobs = k[B]n (5)
Reaction of FD&C Red #3 with Hypochlorite
Bleach is known for its whitening action on colored fabrics. The active ingredient in bleach is sodium
hypochlorite. The hypochlorite ion (OCl–) is a powerful oxidant that is capable of reacting with many
organic compounds. When a colored fabric is treated with bleach, the dyes that produce the color react
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with hypochlorite and are chemically modified to become colorless. In this experiment, we are going
to study the kinetics of the reaction of bleach with a common food dye named FD&C Red #3. The
concentration of FD&C Red #3 will be monitored by measuring the absorbance at 530 nm.
Graphical Determination of Rate
We will determine the rate law for the reaction of FD&C Red #3 with OCl– by monitoring the change in the
concentration of the dye with time. The rate law to be determined is of the form
Rate = d[Red #3]
dt
= k[Red #3]m[OCl–]n (6)
Our goal will be to determine the values of m and n, and the specific rate constant, k.
The concentration of OCl– will be held fixed by adding NaOCl in a very large excess (30,000–90,000-fold)
relative to the amount of Red #3. Such a huge excess of NaOCl means that the concentration of OCl–
remains virtually unchanged in the course of the reaction, permitting us to treat the factor [OCl–]n in
equation (6) as a constant. Thus, the rate law can be simplified to
−d [Red #3]
dt
= (k[OCl–]n)[Red #3]m = kobs[Red #3]m (7)
where [OCl–]n and k, both of which are just constants, are combined to form the observed rate constant,
kobs:
kobs = k[OCl–]n (8)
It is important to recognize that kobs cannot be the true rate constant, since it depends on the concentra-
tion of OCl–. Recall that, by definition, a specific rate constant is independent of the concentrations of the
reactants.




Equation (9) is integrated to yield the integrated rate law, which expresses the concentration of Red #3 as
a function of time. The form of the integrated rate law depends on the value of m. (Table 1)
Table 1 Determination of the order with respect to Red #3 (m)
m Integrated Rate Law Linear Plot
0 [Red #3] =−kobst + [Red #3]0 [Red #3] vs. time










We will deduce the reaction order with respect to Red #3 by creating the three plots listed in Table 1. Only
one of these three plots will be linear. The linear plot represents the appropriate reaction order with
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respect to Red #3. The absolute value of the slope of that plot corresponds to the observed rate constant,
kobs.
To determine the order with respect to hypochlorite, we will examine how the concentration of hypochlo-
rite affects kobs. According to equation (8), if the reaction is first-order with respect to OCl
– (n = 1), we
would expect kobs to double if [OCl
–] is doubled. If the reaction is second-order with respect to OCl–
(n = 2), we would expect kobs to quadruple if [OCl–] is doubled. If the reaction is zero-order with respect
to OCl– (n = 0), kobs will be independent of [OCl–]. Note that in the zero-order case, kobs = k.
Procedure
A. Determination of the Molar Extinction Coefficient
+ Review Appendix I for instructions on how to use volumetric glassware and Appendix II for instructions
on how to use the spectrophotometer.
+ The small amount of liquid left in the tip of a serological pipette must be blown out in order to deliver
the intended volume as accurately as possible.
1. Have your instructor dispense ~2 mL of 6.00×10−4 M Red #3 stock solution into a clean and dry 10 mL
beaker.
2. Using a 2 mL pipette, transfer 1 mL of the Red #3 stock solution to a clean 25 mL volumetric flask and
dilute the solution with deionized water to the mark on the neck of the flask.
3. Fill a test tube about two-thirds full with deionized water. This tube will be used as a blank to calibrate
the spectrophotometer.
4. Set the spectrophotometer wavelength to 530 nm.
5. Calibrate the spectrophotometer as instructed in Appendix II.
6. Fill a clean and dry test tube to about two-thirds full with the diluted Red #3 solution prepared in step
2 and measure the absorbance of the solution. Record the absorbance on your report sheet. Do not
discard the solution.
B. Kinetics Experiment
+ Caution: Concentrated bleach will ruin any colored clothing upon contact!
+ Use a separate pipette for each reagent.
Table 2 Reaction Solutions
Trial # Diluted dye 1.6 M NaCl Bleach
1 2 mL 3 mL 1 mL
2 2 mL 2 mL 2 mL
3 2 mL 1 mL 3 mL
1. Have your instructor dispense ~20 mL of bleach and ~20 mL of 1.6 M NaCl solution into clean and dry
50 mL beakers.
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2. Prepare the solutions for Trials 1–3 as directed in Table 2 using the diluted Red #3 solution from Part A.
Do not add bleach at this time. The reaction starts the moment when bleach comes into contact with
the dye. Therefore, bleach will be added when you ready for the experiment to begin.
3. Check the absorbance of the calibration blank. If it has drifted from zero, recalibrate the spectropho-
tometer.
4. Set your timer to 20 minutes. (Note: The timer is being set to an excess amount of time. It should not be
necessary to collect data for the full 20 minutes.)
5. Make sure that you are ready to begin collecting data before proceeding to the next step. The division
of labor should be as follows: student 1 is in charge of operating the spectrophotometer and reading
the absorbance; student 2 is in charge of operating the timer, signaling when an absorbance reading
must be made, and recording the reading announced by student 1.
6. Begin with Trial 1. Quickly pipet 1 mL of bleach into the test tube.
7. Stopper the tube and shake it vigorously to mix the contents.
8. Remove the stopper and place the tube in the sample compartment of your spectrophotometer.
9. Record the first absorbance reading when the timer reaches 30 seconds. Continue recording the
absorbance every 30 seconds until it declines to 0.05.
10. Repeat the above procedure for the remaining trials, adding the amount of bleach indicated in Table 2.
(Note: For Trials 2 and 3, the absorbance must be recorded at 15 second intervals, with the exception of
the first reading, which is recorded at 30 seconds.)
Cleanup and Waste Disposal
All waste produced in this experiment can be poured down the drain with plenty of water. Wash all
glassware and leave it to dry upside down on the test tube rack. Rinse the pipettes by pipetting water up
and down, not by attempting to pour water through the top of the pipette. The cotton plug is there to
prevent accidental uptake of liquid into the pump and must not be removed.
Graphing and Calculations
1. Calculate the molarity of the diluted Red #3 solution that was prepared in Part A. The concentration of
the Red #3 stock solution is 6.00×10−4 mol L−1.
2. Using Beer’s law (A = εcl ), calculate the molar extinction coefficient (ε) of Red #3 at 530 nm. Assume
that the path length (l ) is 1 cm.
3. Calculate [OCl–] for Trials 1–3. The concentration of sodium hypochlorite in Clorox bleach is 0.806 mol L−1.
4. Create the following plots for each trial: a) [Red #3] vs. time; b) ln[Red #3] vs. time; c) 1/[Red #3] vs. time.
Follow the graphing procedure given below.
a) Log into the computer with your CCNY email credentials.
b) Open a browser and navigate to the URL posted on the board.
c) You should see a file named dye kinetics template. Download the file to a known directory.
d) Launch Excel. (Start Menu → Programs → Microsoft Office → Excel)
e) Open your downloaded dye kinetics template file. (File → Open)
f) Input the time and absorbance data for each trial in the appropriate columns.
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g) Refer to Table 1 and determine the order with respect to Red #3 by visually examining the graphs.
You should see three graph windows, each containing a set of three plots. Draw best-fit lines for
Trials 1–3 on the graph that appears to be linear. Do not include any data points with an absorbance
below 0.05, as these points may exhibit a poor linear fit. To draw the best fit line, select the graph,
right click, select Select Data, and under Legend Entries (series), select Add. Select the X values
(Series X values) and Y values (Series Y values) of the corresponding freezing region in your table.
NOTE: if an error pops up, delete everything in the empty box and select again.
h) Next, select the newly created data points on the graph. Select the Design tab, followed by Add
Chart Element, select Trendline, More Trendline Options. On the side window, select Linear
and check off a box next to Display Equation on Chart. To extrapolate data, edit the Forward or
Backward periods for as many points as you would like.
i) Enter the following information into the text box in the lower right corner of the screen: your name
and section, the order w/respect to Red #3, the value of kobs for each of the three trials, and the
order w/respect to OCl–.
j) Select File → Print. Change the scaling to Fit Sheet on One Page. Make sure that the correct printer
is selected (HP LaserJet). Click Print.
k) Log off the computer.
5. Determine the value of kobs for each trial.
6. By examining the ratios of the kobs values for Trials 1–3, determine the order with respect to OCl
–.
7. Calculate the specific rate constant, k, for each trial using equation (8).
8. Calculate the average specific rate constant.
Printed Name Date Section
Report Sheet
Kinetics of the Reaction of FD&C Red #3 with
Bleach
A. Determination of the Molar Extinction Coefficient
Molarity of prepared FD&C Red #3 solution
Absorbance of prepared FD&C Red #3 solution
Molar extinction coefficient of FD&C Red #3
B. Kinetics Experiment
Time (s) Absorbance Time (s) Absorbance




























Reaction order w/respect to Red #3
Reaction order w/respect to OCl–
Reaction rate law
Average specific rate constant (k) for Trials 1–3
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Printed Name Date Section
Pre-Lab Assignment
Kinetics of the Reaction of FD&C Red #3 with
Bleach
1. Use Beer’s law to explain how the transmittance of a solution is affected by the concentration of the
absorbing species.
2. What are the units of the rate constant for a) a zero-order reaction; b) a first-order reaction; c) a
second-order reaction; d) a 1/2-order reaction? Express all concentrations in molarity and time in
seconds.
3. Suppose we found that the reaction of Red #3 with bleach is first-order in hypochlorite. The observed
rate constant (kobs) was determined to be 4.00×10−3 s−1. If the concentration of hypochlorite was
held fixed at 0.134 M, find the specific rate constant (k).
4. A reaction between the substances A and B (3 A + 2 B 2 C + D) gives the following data:
[A] [B] Rate of appearance of C










Enzyme Catalysis with Peroxidase
Background Reading:
General Chemistry: Principles and Modern Applications by Petrucci, sections 14.11
Objectives
• To investigate the effects of pH, temperature, enzyme concentration, and addition of an inhibitor on
the rate of enzymatic breakdown of hydrogen peroxide
Equipment and Chemicals
Equipment: Spectronic 20D+ spectrophotometer, digital timer, large test tubes (6), small test tubes (7),
plastic beaker
Chemicals: Guaiacol solution, hydrogen peroxide solution, pH 4 buffer, pH 6 buffer, pH 8 buffer,
inhibitor solution, enzyme extract, ice
Introduction
Enzymes are protein molecules that catalyze the thousands of chemical processes that sustain life. They
speed up reactions by bringing the reacting molecules (substrates) together in the optimal orientation,
which is believed to greatly reduce the activation energy required to achieve the transition state. Each
enzyme has a specific active site – a portion of the molecule where the substrates bind – that is highly
complementary to its substrates. As a result of this complementarity, most enzymes are very selective for
their substrates and are capable of catalyzing either only one reaction or, at most, a very narrow range of
closely related reactions.
The main factors that influence rates of enzyme-catalyzed reactions are temperature, pH, and the presence
of any inhibitors. All enzymes have a set of optimum conditions at which they function with maximum
efficiency. Deviation from these optimum conditions often results in some loss of activity. Rates of
reactions generally increase with temperature in a highly predictable fashion. However, for an enzyme-
catalyzed reaction, the temperature effect is less predictable. In most cases, heating an enzyme beyond
its optimum temperature causes thermal denaturation (disruption of the complex three-dimensional
stucture) of the enzyme and sharply reduces the rate of the catalyzed reaction. Thermal denaturation
is often irreversible beyond a certain point – that is, the enzyme will not recover its activity when the
temperature is returned to the optimum level. If the temperature is lowered from the optimum level,
the rate of an enzyme-catalyzed reaction decreases. However, no damage to the enzyme occurs, and the
effect is reversible. Two examples of physiological conditions that involve significant changes in the body
temperature are hypothermia and fever. Both are dangerous conditions because they disrupt the activity
of important enzymes in our body. pH is another crucial variable for enzyme activity. Most proteins
contain numerous acidic and basic functional groups and are therefore very sensitive to changes in pH.
Deviation from the optimum pH disrupts the complex structure of protein molecules by altering the ionic
states of their constituent amino acids. A molecule that binds to an enzyme and decreases its activity is
called an inhibitor. Several modes of inhibition are possible. A common mode of inhibition, referred to as
competitive inhibition, is when the inhibitor is structurally similar to the substrate and competes directly
for the active site of the enzyme.
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In this experiment, we will study an enzyme called peroxidase, which has been extracted from the root of
the horseradish plant. Horseradish peroxidase C, the most prevalent isoform of peroxidase in horseradish,
is composed of 308 amino acids, one heme group, and several carbohydrate side chains attached through
asparagine residues. The molecular weight of the enzyme is close to 44,200 g mol−1. Peroxidase catalyzes
the following reaction:
2 H2O2 2 H2O + O2
The normal function of peroxidase is to convert the hydrogen peroxide (H2O2) produced in certain
metabolic reactions into harmless water and oxygen. Hydrogen peroxide is toxic and must be removed
because it can react with other compounds in the cell to form harmful secondary products.
Figure 1 Three-dimensional structure of horseradish peroxidase C
This reaction can be monitored in two ways: as the breakdown of hydrogen peroxide or the formation
of oxygen. There is no easy way for us to monitor the concentration of hydrogen peroxide; however,
the amount of oxygen produced can be readily measured via an indicator compound. There are many
organic compounds that react with dissolved oxygen to form a colored product. We are going to use a
compound called guaiacol as the indicator. Guaiacol, itself colorless, reacts with active oxygen to form a
brown dye called tetraguaiacol. Because tetraguaiacol is the only source of color in the reaction solution,
the absorbance of the solution is directly proportional to the amount of oxygen produced by the reaction.
Procedure
A. Solution Preparation
+ The reaction starts when the enzyme comes into contact with hydrogen peroxide. Therefore, the
enzyme extract and the solution containing hydrogen peroxide will initially be placed in separate test
tubes. The enzyme extract and the solution of hydrogen peroxide will be mixed when you are ready for
the experiment to begin.
1. Prepare the blank control solution in a small test tube. This test tube will serve as your calibration
blank and will be used to calibrate the spectrophotometer before each trial.
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Table 1 Reaction Solutions
Trial # Buffer Solution Peroxide Solution Guaiacol Solution Enzyme Extract
Blank Control 4.0 mL (pH 6) 1.0 mL 1.0 mL 0 µL
1 (pH 6) 4.0 mL (pH 6) 1.0 mL 1.0 mL 200 µL
2 (pH 6, 2×enzyme) 3.8 mL (pH 6) 1.0 mL 1.0 mL 400 µL
3 (pH 4) 4.0 mL (pH 4) 1.0 mL 1.0 mL 200 µL
4 (pH 8) 4.0 mL (pH 8) 1.0 mL 1.0 mL 200 µL
5 (pH 6, w\inhibitor) 4.0 mL (pH 6) 1.0 mL 1.0 mL 200 µL + inhibitor
6 (pH 6, 4 ◦C) 4.0 mL (pH 6) 1.0 mL 1.0 mL 200 µL
2. Reaction solution #6 should be prepared first in order to give the solution sufficient time to cool.
Prepare reaction solution #6 in a large test tube as instructed in Table 1, without adding enzyme. Each
stock solution will be supplied with its own pipette. Do not mix the pipettes.
3. Place the test tube with reaction solution #6 in a beaker with ice. This solution must be cooled on ice
for at least 15 minutes.
4. Prepare reaction solutions #1–5 in large test tubes as instructed in Table 1, without adding enzyme.
B. Data Collection
+ Refer to Appendix II for instructions on how to use the spectrophotometer.
1. Set the spectrophotometer wavelength to 470 nm.
2. Calibrate the spectrophotometer with your blank control test tube as instructed in Appendix II.
3. Set the timer to 2 minutes.
4. Start with Trial 1. Refer to Table 1 and deliver the required amount of the enzyme extract to a small test
tube.
a) Trial 5 (with inhibitor) only. In addition to 200 µL of the enzyme extract, add 1 drop of the inhibitor
to the small test tube. Allow 1 minute for the inhibitor to deactivate the enzyme.
5. Make sure that you are ready to begin collecting data before proceeding to the next step. Steps 7–8
must be performed in less than 20 seconds. The division of labor should be as follows: student 1 is
in charge of operating the spectrophotometer and reading the absorbance; student 2 is in charge of
operating the timer, signaling when an absorbance reading must be made, and recording the reading
announced by student 1.
6. Carefully pour the reaction solution from the large test tube into the previously prepared small test
tube containing the enzyme extract. Immediately start the timer.
7. Stopper the small test tube and shake it vigorously to mix the contents.
8. Remove the stopper and place the test tube in the sample compartment of your spectrophotometer.
9. Record the absorbance every 20 seconds for 2 minutes.
a) Trial 6 (low temperature) only. The small test tube must be wiped with a paper towel 10 seconds
before each absorbance reading to remove condensation. Failure to do so can result in absorbance
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readings that are too high.
10. To prevent the small test tube from getting permanently discolored by tetraguiacol, rinse it with water
immediately after you have finished collecting data.
11. Repeat Steps 2–11 for Trials 2–6.
Cleanup and Waste Disposal
All waste produced in this experiment can be poured down the drain with plenty of water. Rinse all test
tubes well and leave them to dry upside down on the test tube rack.
Graphing
Plot four absorbance (y-axis) vs. time (x-axis) graphs illustrating the following:
1. Effect of the enzyme concentration on the rate of the reaction (Trial 1 vs. Trial 2)
2. Effect of pH on the rate of the reaction (Trial 1 vs. Trial 3 vs. Trial 4)
3. Effect of temperature on the rate of the reaction (Trial 1 vs. Trial 6)
4. Effect of the inhibitor on the rate of the reaction (Trial 1 vs. Trial 5)
Graphing Procedure
1. Log into the computer with your CCNY email credentials.
2. Open a browser and navigate to the URL posted on the board.
3. You should see a file named enzyme kinetics template. Download the file to a known directory.
4. Launch Excel. (Start Menu → Programs → Microsoft Office → Excel)
5. Open your downloaded enzyme kinetics template file. (File → Open)
6. Enter your absorbance data in the appropriate columns.
7. Create a best-fit line for each of the nine data series. Select a graph, right click, click on Select Data, and
under Legend Entries (series), select Add. Select the X values (Series X values) and Y values (Series Y
values) of the corresponding linear region in your table. NOTE: if an error pops up, delete everything in
the empty box and select again.
8. Next, select the data points for the best-fit lines created in the previous step. Select the Design tab,
followed by Add Chart Element, select Trendline, More Trendline Options. On the side window, select
Linear and check off a box next to Display Equation on Chart. To extrapolate data, edit the Forward
or Backward periods for as many points as you would like.
9. Enter your name and section in the green cells on the right side.
10. Select Select File → Print. Change the orientation to Landscape, and then change the scaling to Fit
Sheet on One Page. Make sure that the correct printer is selected (HP LaserJet). Click Print.
11. Log off the computer.
Printed Name Date Section
Report Sheet
Enzyme Catalysis with Peroxidase
Time (s) Absorbance
Trial 1 Trial 2 Trial 3 Trial 4 Trial 5 Trial 6
pH 6 pH 6 pH 4 pH 8 pH 6 pH 6








1. What is the effect of the enzyme concentration on the rate of the reaction?
2. What is the order of the reaction with respect to H2O2? (Hint: Consider how plotting absorbance vs.
time relates to the method we used to determine the order of a reaction last week.)
3. What is the optimum pH for peroxidase?
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4. How does temperature affect the rate of the reaction?
5. How does the inhibitor affect the rate of the reaction?
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Printed Name Date Section
Pre-Lab Assignment
Enzyme Catalysis with Peroxidase
1. For the decomposition of H2O2, how does the rate of formation of O2 compare to a) the rate of formation
of H2O and b) the rate of disappearance of H2O2?
2. What is the substrate in this reaction? What is the catalyst?
3. In a few sentences describe how a spectrophotometer works.
4. Explain the purpose of the blank control solution. Why would it not be correct to blank the spectropho-





Constant of a Complex Ion System
Background Reading:
General Chemistry: Principles and Modern Applications by Petrucci, sections 15.1–15.6
Objectives
• To determine the equilibrium constant for a soluble ionic system
Equipment and Chemicals
Equipment: Spectronic 20D+ spectrophotometer, 150 mm test tubes (6), square cuvettes (6), cuvette
holder, 5 mL serological pipette (2), 10 mL serological pipette (2), 250 mL beaker (3), pipette pump
Chemicals: 0.5 M nitric acid, 0.1 M ferric nitrate, 1.00×10−3 M sodium thiocyanate, 3.00×10−3 M
ferric nitrate, 3.00×10−3 M sodium thiocyanate
Introduction
Chemical equilibrium is a state at which the reactants and products are present at concentrations that
have no further tendency to change with time. The position of equilibrium for a given reaction is described
by the equilibrium constant, Kc. For a reaction of the form A + B 





Chemists are interested in this information because it reveals the extent to which a reaction proceeds
in the desired direction. A large equilibrium constant indicates that the reaction favors the product(s),
whereas a small equilibrium constant indicates that the reaction favors the reactant(s). Oftentimes, the
concept of equilibrium serves as the starting point in understanding a chemical process and harnessing
its industrial potential.
It should be noted that the magnitude of the equilibrium constant indicates only whether or not the
reaction is thermodynamically favorable. It yields no information concerning the kinetics of the reaction –
that is, how fast it will occur. A reaction can have a very large equilibrium constant and at the same time
proceed so slowly, that it will take days, years, or even millennia to reach equilibrium. One example of a
highly favorable reaction that is rather slow is the rusting of iron. On the other hand, the reaction that will
be studied in this experiment is very rapid and reaches equilibrium in a fraction of a second.
In this experiment we are going to determine the Kc for a system in which all chemical species are ionic
and soluble. The equilibrium involves the Fe(III)-thiocyanate complex ion:
Fe(H2O)6
3+ (aq) + SCN– (aq) [Fe(H2O)5NCS]
2+ (aq) + H2O (l)
Because the concentration of H2O is essentially constant in dilute aqueous solutions, we can ignore the
waters of hydration and write a simplified reaction equation:
Fe3+ (aq) + SCN– (aq) FeNCS2+ (aq)
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To determine the Kc for this system, we will combine known amounts of Fe
3+ and SCN–, and measure the
concentration of FeNCS2+, a blood red ion with an absorption maximum of 447 nm. Because of its intense
color, we will determine the concentration of FeNCS2+ spectrophotometrically. Recall that most colored
compounds obey Beer’s law:
A = εcl (3)
where A is the absorbance, ε is the molar absorptivity (a constant that is specific to the compound at a
given wavelength), c is the molarity of the compound, and l is the path length (the distance that the light
must travel through the solution, which is typically 1 cm).
In Part A, the relationship between the concentration and absorbance of FeNCS2+ at the absorption
maximum (447 nm) will be established by creating a standard curve. The standard curve is constructed
from a series of standard solutions for which the concentration of FeNCS2+ is known. The absorbance
of each solution is measured and then plotted against the known concentration of FeNCS2+. Beer’s law
(Equation (3)) states that absorbance is directly proportional to concentration. Hence, a linear standard
curve is expected. To prepare the standard solutions, we will take advantage of Le Chatelier’s principle.
Fe3+ will be added in a large excess (250-1000 fold) relative to the amount of SCN–. (Table 1) The large






At neutral pH, Fe3+ forms a yellow hydroxo complex, [Fe(H2O)5(OH)]
2+, which can interfere with the
experiment. To prevent the formation of this complex, the reaction will be carried out under highly acidic





In Part B, a set of several equilibrium solutions will be prepared, and the absorbance of each solution will
be measured. These solutions differ from the standards prepared in Part A in that they do not contain a
large excess of Fe3+. The initial concentrations of Fe3+ and SCN– are now of similar magnitudes. (Table 2)
Consequently, all species are now present in measurable amounts at equilibrium. (Figure 1) Because
there is no longer a large excess of Fe3+, we cannot assume that the reaction proceeds to completion as
we did in Part A. Without that assumption, the concentration of FeNCS2+ can be obtained only from the
standard curve. Once [FeNCS2+] is known, we can calculate the molar concentrations of Fe3+ and SCN– at
equilibrium:
[Fe3+]equilibrium =




moles SCN– (initial)−moles FeNCS2+ at equilibrium (from standard curve)
total volume
(6)









Part A Part B
Figure 1 Concentrations of Fe3+, SCN–, and FeNCS2+
The example on the following page illustrates the analysis that will be performed in this experiment.
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Example
a) Given the following data, construct a standard curve for the FeNCS2+ ion. Derive an equation that
describes the mathematical relationship between the absorbance and concentration of FeNCS2+.
Standard [FeNCS2+] Absorbance
1 1.00×10−4 M 0.248
2 2.00×10−4 M 0.506
3 3.00×10−4 M 0.754
4 4.00×10−4 M 0.998
b) An equilibrium solution of FeNCS2+ was prepared by mixing 10.0 mL of 3.00×10−3 M Fe(NO3)3 and
10.0 mL of 3.00×10−3 M NaSCN. This solution had an absorbance of 0.562. Using the standard curve
constructed in part a), determine the formation constant for the FeNCS2+ ion.
Solution
a) We start by plotting the standard curve (absorbance vs. [FeNCS2+]) in order to establish the relationship
between the absorbance and concentration of FeNCS2+:
We must now derive the equation that represents our standard curve. As predicted by Beer’s law (Equa-
tion (3)), the standard curve is linear. Therefore, the equation will take a linear form (y = mx + b).
From the linear fit data, the slope of our standard curve (m) is 2.50×10−3, and the y-intercept (b) is
0.00200. The precision of the information obtained from the curve must match the precision of the data
from which it was generated. Hence, both the slope and the y-intercept have three significant figures.
Substituting the standard curve parameters into the general form of a linear equation, we obtain:
A︸︷︷︸
y
= (2.50×103︸ ︷︷ ︸
m




By rearranging this equation, we can express [FeNCS2+] in terms of absorbance:
[FeNCS2+] = A−0.00200
2.50×103
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Using the above equation, the concentration of any solution of FeNCS2+ can be determined from its
absorbance.




In order to calculate the equilibrium concentrations of Fe3+ and SCN–, we must first determine the
equilibrium concentration of FeNCS2+. This is done by employing the equation that was derived from





Next, we calculate the initial number of moles of Fe3+ and SCN–, and the number of moles of FeNCS2+ at
equilibrium:
moles of Fe3+ (initial) = (3.00×10−3 mol L−1)(1.00×10−2 L) = 3.00×10−5 mol
moles of SCN– (initial) = (3.00×10−3 mol L−1)(1.00×10−2 L) = 3.00×10−5 mol
moles of FeNCS2+ (equilibrium) = (2.24×10−4 mol L−1)(2.00×10−2 L) = 4.48×10−6 mol
We can now calculate the equilibrium concentrations of Fe3+ and SCN– using Equations (5) and (6):
[SCN–]equilibrium = [Fe3+]equilibrium =
3.00×10−5 mol−4.48×10−6 mol
2.00×10−2 L
= 1.28×10−3 mol L−1
Finally, we are ready to calculate the equilibrium constant by substituting the equilibrium molar concen-








By convention, equilibrium constants are always reported without units.
36 Experiment 4 { Chemical Equilibrium: Formation Constant of a Complex Ion System
Procedure
A. Preparation of the Standard Curve
+ Nitric acid is corrosive and can cause skin burns. Eye contact can cause permanent eye injury. Gloves
and goggles must be worn at all times during the experiment.
+ Review Appendix II for instructions on how to use the spectrophotometer.
Table 1 Standard solutions
Solution
0.100 M Fe(NO3)3 1.00× 10−3 M NaSCN 0.5 M HNO3
(mL) (mL) (mL)
Blank 10 0 10
1 10 1 9
2 10 2 8
3 10 3 7
4 10 4 6
1. Have your instructor dispense ~70 mL of 0.1 M Fe(NO3)3, ~20 mL of 1.00×10−3 M NaSCN, and ~50 mL
of 0.5 M HNO3 into appropriately labeled 150 mL beakers.
2. Prepare the solutions listed in Table 1.
3. Stopper and thoroughly mix each solution.
4. Set the spectrophotometer wavelength to 447 nm. Fill a cuvette to approximately 3/4 full with the blank
solution and dry the outside with a paper towel to remove water droplets and fingerprints. Handle only
the lip of the cuvette, since any foreign material on the surface of the cuvette affects the amount of the
transmitted light. (Note: Do not make any markings on the cuvettes.)
5. The blank solution is used to calibrate the spectrophotometer. This solution contains all light ab-
sorbing species in the sample solution except for the one of interest – in this case FeNCS2+. When
the spectrophotometer is calibrated with the blank solution, the absorbance due to all other light
absorbing species is subtracted. Calibrate the spectrophotometer with the blank solution as follows:
set the spectrophotometer to read 0%T with nothing in the sample compartment; then, place the
cuvette containing the blank solution in the cuvette holder and set the spectrophotometer to read 0.00
A.
6. Fill a clean, dry cuvette to approximately 3/4 full with Solution 1 and wipe the outside with a clean paper
towel. Place the cuvette in the cuvette holder and measure the absorbance.
7. Repeat the procedure for Solutions 2-4. (Note: Check the absorbance of the blank solution prior to each
measurement. If the absorbance has drifted from zero, recalibrate the spectrophotometer.)
B. Determination of the Equilibrium Constant
1. Have your instructor dispense ~70 mL of 3.00×10−3 M Fe(NO3)3, ~40 mL of 3.00×10−3 M NaSCN, and
~40 mL of 0.5 M HNO3 into appropriately labeled 150 mL beakers.
2. Prepare the solutions listed in Table 2.
3. Stopper and thoroughly mix each solution.
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Table 2 Equilibrium solutions
Solution
3.00× 10−3 M Fe(NO3)3 3.00× 10−3 M NaSCN 0.5 M HNO3
(mL) (mL) (mL)
Blank 10 0 10
1 10 2 8
2 10 4 6
3 10 6 4
4 10 8 2
5 10 10 0
4. Fill a clean, dry cuvette approximately three-fourths full with Solution 1 and wipe the outside with a
clean paper towel. Place the cuvette in the cuvette holder and measure the absorbance.
5. Repeat the procedure for Solutions 2-5. (Note: Check the absorbance of the blank solution prior to each
measurement. If it has drifted from zero, recalibrate the spectrophotometer.)
Cleanup and Waste Disposal
Discard all solutions in the appropriate hazardous waste container. Rinse all test tubes and leave them
to dry upside down on the test tube rack. Rinse the pipettes by pipetting water up and down, not by
attempting to pour water through the top. The cotton plug is there to prevent accidental uptake of liquid
into the pump and must not be removed.
Graphing and Calculations
A. Preparation of the Standard Curve
1. Use the information in Table 1 to calculate the equilibrium molar concentration of FeNCS2+ in each
test tube by assuming that SCN– is the limiting reagent.
2. Plot your absorbance readings for Solutions 1–4 (y-axis) versus [FeNCS2+] (x-axis) in Microsoft Excel.
B. Determination of the Equilibrium Constant
1. Set up a linear equation that relates absorbance to [FeNCS2+] using the slope and y-intercept values ob-
tained from the standard curve. Use this equation to determine the equilibrium molar concentrations
of FeNCS2+ for Solutions 1–5.
2. Calculate [Fe3+] and [SCN–] for Solutions 1–5.
3. Determine the equilibrium constant, Kc, for the formation of FeNCS
2+.
4. Calculate the average of the four closest Kc values.

Printed Name Date Section
Report Sheet
Chemical Equilibrium: Formation Constant of a
Complex Ion System
A. Preparation of the Standard Curve
Standard Solutions
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Average Kc (4 closest values)
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Printed Name Date Section
Pre-Lab Assignment
Chemical Equilibrium: Formation Constant of a
Complex Ion System
1. Discuss the hazards of working with the solutions used in this experiment including HNO3, Fe(NO3)3
and NaSCN.
2. Calculate the value of Kc from the following equilibrium concentrations: [FeNCS
2+] = 1.84×10−4 M,
[Fe3+] = 1.32×10−3 M, and [SCN–] = 1.02×10−3 M.
3. Ions B and C react to form the complex BC. If 35.0 mL of 1.00 M B is combined with 35.0 mL of 1.00 M
C, 0.00500 mol of BC is formed. Determine the equilibrium constant for this reaction.
4. State Beer’s law and define all terms in it. What is the relationship between absorbance and %T?
5. Suppose that a 5.0×10−5 M solution of a compound had a %T equal to 70.80 when measured in a




Analysis of Antacids by Back Titration
Background Reading:
General Chemistry: Principles and Modern Applications by Petrucci, sections 17.4–17.5
Objectives
• To learn how to perform a back titration
• To assess the acid neutralization capacity of a brand name antacid product
Equipment and Chemicals
Equipment: Magnetic stirrer, spin bar (2), 50 mL buret (2), funnel, 250 mL beaker (2), 400 mL beaker,
250 mL Erlenmeyer flask (2), weighing boat (3)
Chemicals: 0.250 M hydrochloric acid, 0.100 M sodium hydroxide, antacid tablet (3), bromophenol
blue indicator
Introduction
Production of acid (HCl) is a normal part of digestion. Acid helps the stomach to digest starches, complex
carbohydrates and proteins. Antacids are used to treat a condition called gastric hyperactivity, in which
the stomach produces too much acid. Overproduction of acid most commonly results in acid reflux
(heartburn), but if left untreated can potentially lead to more serious health problems such as erosion of
the esophagus and ulcers.
Antacids are bases that are used medicinally to neutralize excess HCl in the stomach. Some well-known
antacids include the following: NaHCO3 (Alka-Seltzer), Mg(OH)2 (milk of magnesia), Al(OH)3 (Mylanta),
and CaCO3 (Tums). Antacids can contain either a weak base (e.g., CaCO3, NaHCO3), or a strong base of
low solubility (e.g., Mg(OH)2, Al(OH)3). In each case, the action of the antacid is contained to the stomach
and occurs slowly enough to allow the stomach to gradually ease back to normal production of acid. The
reaction equations for these antacids are given below.
NaHCO3 (aq) + HCl (aq) NaCl (aq) + H2O (l) + CO2 (g)
Mg(OH)2 (s) + 2 HCl (aq) MgCl2 (aq) + 2 H2O (l)
Al(OH)3 (s) + 3 HCl (aq) AlCl3 (s) + 3 H2O (l)
CaCO3 (s) + 2 HCl (aq) CaCl2 (aq) + CO2 (g) + H2O (l)
In this experiment, we are going to titrate a brand name antacid product to assess its capacity to neutralize
acid and to determine the mass of its active ingredient. To determine the amount of base in an antacid
tablet, we are going to use a technique called back titration. First, a known but excess amount of HCl will
be added to an antacid tablet in order to completely neutralize the antacid. A stoichiometric amount of
HCl will be neutralized in the process, leaving only excess HCl. The excess HCl is then going to be back
titrated with a standardized NaOH solution.
You may be wondering why we could not simply dissolve an antacid in water and titrate it directly with
HCl. This approach presents two problems. First, most antacids are very poorly soluble in water. Second,
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some antacids are weak bases and act as buffers while being titrated, which complicates the identification
of the endpoint. Both of these problems are overcome by first completely neutralizing the antacid with
an excess of HCl. According to Le Chatelier’s principle, adding excess reactant drives the equilibrium
toward the products. Hence, adding an excess of HCl ensures that all of the base in the antacid has been
consumed. To determine how much HCl was actually neutralized by the antacid, we will subtract the
number of moles of NaOH used for the back titration from the initial number of moles of HCl added to
the tablet.
The example below illustrates the analysis that will be performed in this experiment.
Example
Suppose you were asked to analyze an antacid tablet containing CaCO3. The tablet was weighed and dissolved
in excess 0.250 M HCl. The excess HCl was then back titrated with 0.100 M NaOH. The following data was
obtained:
Mass of tablet: 1.325 g
Volume of 0.250 M HCl utilized: 43.00 mL
Volume of 0.100 M NaOH utilized: 10.5 mL
Determine a) the effectiveness of the antacid in terms of moles of H+ neutralized per gram of the antacid, and
b) the mass of CaCO3 contained in the tablet.
Solution
a)
total moles of HCl added = moles of HCl neutralized by antacid+moles of HCl neutralized by NaOH︸ ︷︷ ︸
excess
The number of moles of NaOH used for the back titration is equivalent to the moles of excess HCl. Hence,
the number of moles of H+ neutralized by the antacid is given by:
moles of H+ neutralized = (0.250 mol L−1)(0.04300 L)− (0.100 mol L−1)(0.01050 L) = 9.70×10−3 mol
Dividing by the mass of the tablet, we obtain:
moles of H+ per gram of antacid = 9.70×10
−3 mol
1.325 g
= 7.32×10−3 mol g−1
b) From the balanced equation for the reaction of CaCO3 with HCl, we know that H
+ reacts with CaCO3 in a
2:1 stoichiometric ratio, therefore:




Using the molar mass of CaCO3, we can calculate the mass of CaCO3 contained in the tablet:
mass of CaCO3 = (100 g mol−1)(4.85×10−3 mol) = 0.485 g
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Procedure
+ A shared back titration station is located at the front of the lab. Your instructor will fill the NaOH buret.
+ Refer to Appendix I for instructions on how to use an analytical balance and a buret.
1. Prepare your buret as follows:
a) Put a small amount (~10 mL) of 0.250 M HCl in the buret and rinse the barrel by rotating it in a tilted
position. Be careful not to hit the buret on the sink or any other object.
b) Discharge the rinse solution through the tip of the buret (not by pouring it out through the top of
the buret) into your waste beaker. Make sure that the liquid flows freely and that the stopcock does
not leak.
c) Fill the buret with 0.250 M HCl to a level above the zero marking.
d) Securely mount the buret in a clamp attached to a ring stand, making sure that the buret is perpen-
dicular the bench.
e) Open the stopcock and discharge the solution to a level between 0 and 2 mL. It is not necessary to
set the level to exactly 0.00. Be sure there are no air bubbles trapped in the tip of the buret. Bubbles
will erroneously add to the measured volume.
f) Record the initial volume to the nearest 0.01 mL.
2. Obtain three antacid tablets and three weighing boats. Label the weighing boats 1 through 3. Weigh
each antacid tablet to the nearest 0.0001 g.
3. Place tablet 1 in a clean 250 mL Erlenmeyer flask.
4. Place the flask on top of a magnetic stirrer. Add a spin bar to the flask.
5. Add ~20 mL of 0.250 M HCl to the flask from the buret. Add 2 drops of bromophenol blue solution. Set
the stirrer to a moderate speed. The tablet will begin to dissolve. Continue adding 0.250 M HCl in 1 mL
portions. As HCl is added, the liquid directly under the tip of the buret will turn yellow, the color of the
protonated form of bromophenol blue. However, the color will disappear as the solution is stirred.
6. Continue adding HCl until the solution turns yellow and stays yellow with stirring. You are passing
the endpoint intentionally. Wash any residue off the sides of the flask into the bulk of the liquid with a
small amount of deionized water. The tablet contains insoluble binder and filler that will not dissolve.
However, make sure that no large chunks remain. A steady yellow color indicates that an excess of HCl
is present. Add an additional 1 mL of HCl. Record the final volume of HCl.
7. Place the flask under the buret containing 0.100 M NaOH solution. Record the initial volume of NaOH.
8. Start slowly adding NaOH to the flask by carefully turning the stopcock. When the NaOH solution is
added, the liquid directly under the tip of the buret will turn blue, the color of the deprotonated form
of bromophenol blue. The blue color will disappear as the solution is stirred. As more NaOH is added,
the color will persist for longer periods of time.
9. Reduce the rate at which NaOH is added as the color lasts longer. Eventually, you will need to add
NaOH solution one drop at a time. You are trying to carefully get to the point where the addition of
one drop of NaOH solution leaves a faint blue color that does not fade with stirring. Record the final
volume when the endpoint has been reached.
10. Refill your buret with HCl and repeat the above procedure for tablets 2 and 3.
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Cleanup and Waste Disposal
Pour the titrated antacid solutions down the drain with running water. Discard any leftover HCl and NaOH
solutions in the designated hazarous waste receptacle. Empty your buret through the stopcock and clamp
it upside down with the stopcock in the open position.
Calculations
1. Complete the data sheet and calculate the effectiveness of the antacid in terms of the number of moles
of H+ neutralized per gram of the antacid sample. Report the average of the three values.
2. The active ingredient in the antacid tablets used for this experiment is calcium carbonate (CaCO3).
Calculate the mass of CaCO3 contained in each tablet. Report the average mass of CaCO3 per tablet.
Printed Name Date Section
Report Sheet
Analysis of Antacids by Back Titration
Tablet 1 Tablet 2 Tablet 3
Mass of antacid tablet (g)
Initial volume of HCl
solution (mL)
Final volume of HCl
solution (mL)
Volume of HCl solution
utilized (mL)
Moles of HCl utilized
Initial volume of NaOH
solution (mL)




Moles of NaOH utilized
Moles of H+ neutralized
by antacid
Moles of H+ neutralized
per gram of tablet
Mass of CaCO3 in tablet
Average moles of H+ neutralized per gram of tablet mol/g
Average mass of CaCO3 g
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Printed Name Date Section
Pre-Lab Assignment
Analysis of Antacids by Back Titration
1. If the endpoint is surpassed in a back titration with NaOH, will the reported amount of antacid in the
sample be too high or too low? Explain.
2. An antacid tablet weighing 1.30 g was fully neutralized in 42.00 mL (an excess amount) of 0.250 M HCl.
10.00 mL of 0.100 M NaOH was then used to back titrate the excess HCl. How many moles of acid did
the antacid neutralize?
3. Which antacid product would you expect to be more effective at neutralizing acid per gram of the
active ingredient: Tums or milk of magnesia? Explain your reasoning with pertinent calculations.
4. Suppose you are analyzing an antacid that contains Mg(OH)2 and Al(OH)3 in a 1:1 molar ratio. The
antacid was neutralized with an excess of 0.500 M HCl, and the excess HCl was then back titrated with
0.500 M NaOH. The following data was obtained:
Volume of 0.500 M HCl utilized: 38.25 mL
Volume of 0.500 M NaOH utilized: 3.60 mL




Electrochemistry: Silver Ion Equilibrium
Background Reading:
General Chemistry: Principles and Modern Applications by Petrucci, sections 20.1–20.4
Objectives
• To learn how to construct galvanic cells and measure their electrical potential
• To calculate equilibrium constants from experimental data using the Nernst equation
• To determine unknown concentrations of silver and chloride ions via electrochemical techniques
Equipment and Chemicals
Equipment: 150 mL beaker (2), 10 mL beaker (4), 50 mL graduated cylinder, magnetic stirrer (2), spin
bar (2), digital multimeter, silver wires (2), filter paper strips, glass rod, pipette pump, 5 mL pipette (2)
Chemicals: 0.1 M silver nitrate, 0.1 M potassium chloride, 0.1 M potassium bromide, 0.1 M potassium
iodide, 0.2 M sodium thiosulfate, unknown halide solution, 1 M ammonium nitrate
Introduction
Concentration Cell Defined
Galvanic cells are used to convert the Gibbs free energy of chemical reactions into useful electrical work
and are therefore of immense importance. They literally power our lives and are found almost everywhere
in the form of batteries. Batteries are simple galvanic cells that are similar in their basic design to those
that will be constructed in this experiment.
Recall that standard reduction potentials are defined for the standard state – a reference state chosen
by convention – at which all reactants are present at 1 M concentration, and the temperature is exactly
25 ◦C. Real electrochemical cells typically operate under non-standard state conditions. The Nernst
equation is very useful for practical applications because it enables us to find the potential of any cell
under non-standard state conditions:






Ecell = standard cell potential in volts (V)
R = gas constant (8.314 J mol−1 K−1)
T = temperature in degrees Kelvin (K)
z = number of electrons transferred in the cell reaction
F = Faraday constant (9.649×104 J V−1 mol−1)
Q = reaction quotient
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The most useful feature of the Nernst equation is that it relates the potential of a galvanic cell to its
concentrations. The power of the Nernst equation is widely utilized in applications involving ion detection,
wherein the concentration of a dissolved ion is converted to electrical potential relative to a reference
electrode. One example of such an application is the combination pH electrode that we used earlier this
semester.
A concentration cell is a galvanic cell that is composed of two half-cells with identical electrodes but
different ion concentrations. Let us examine a metal ion (Mn+) concentration cell. By definition, the anode
is the electrode where oxidation takes place, and the cathode is the electrode where reduction takes place.






The half-cell with the smaller concentration of Mn+, in turn, is the anode:




When there is a difference in the concentration of Mn+ between the two half-cells, the cell is not at
equilibrium. A concentration cell will spontaneously act to restore equilibrium by diluting the more
concentrated half-cell (cathode) and concentrating the less concentrated half-cell (anode):
M (s) (anode) +Mn+ (aq) (concentrated) Mn+ (aq) (dilute) +M (s) (cathode)
oxidation: −ne–
reduction: +ne–
This process will continue until the concentrations of Mn+ in the two half-cells are equal, and the potential
is zero. The cell is then said to be discharged.
In this experiment we are going to study a silver ion concentration cell. The concentration cell will consist
of two half-cells called “beaker A” and “beaker B”. Beaker A will contain a relatively large concentration of
Ag+ in the form of silver nitrate, a highly soluble salt. Beaker B will contain a much smaller concentration
of Ag+, all of which will originate from the dissociation of a silver complex of low solubility. The small
equilibrium concentration of Ag+ in beaker B is the quantity that will be measured in this experiment.












where the natural logarithm has been converted to base 10. The potential of the resulting concentration
cell (Ecell) is obtained by subtracting the reduction potential for beaker B (EB) from the reduction potential
for beaker A (EA):











where [Ag+]A is the known concentration of Ag
+ in beaker A, and [Ag+]B is the unknown equilibrium
concentration of Ag+ in beaker B. Once the cell potential and the temperature are measured, [Ag+]B can
be calculated using Equation (4). Because the standard reduction potentials (E◦) for the two half-cells are
equal, E◦A −E◦B = 0.
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Silver Ion Equilibrium
The solubility product constant is defined as the equilibrium constant for the dissociation of a solid
compound into ions. It is generally used to describe saturated solutions of ionic compounds of low
solubility. The smaller the solubility product, the less soluble the corresponding compound. In this
experiment the solubility product constants for three silver halide complexes (AgCl, AgBr, and AgI) will be
determined. The solubility product for silver chloride (AgCl (s) Ag+ + Cl–) is expressed as
Ksp = [Ag+][Cl–] (5)
The anode (beaker B) of our galvanic will be prepared by adding a known but excess amount of KCl to
a silver nitrate solution of a known concentration. When a stoichiometric excess of Cl– ions is added to
a solution containing Ag+ ions, a white precipitate of silver chloride (AgCl) forms, leaving a saturated
solution of AgCl. Only a tiny amount of Ag+ remains in solution, in equilibrium with the precipitate. Since
AgCl has extremely low solubility, Ag+ is assumed to be the limiting reagent. Thus, if we start with 1.0
mol of Ag+ and add 1.5 mol of Cl–, we will end up with 0.5 mol of Cl– and 1.0 mol of AgCl at equilibrium.
AgCl is present as a solid precipitate and therefore does not appear in the equilibrium expression. The
cathode (beaker A) will contain a reference silver nitrate solution of a known concentration. The tiny
equilibrium concentration of Ag+ in beaker B ([Ag+]B) will be measured electrochemically by applying the
Nernst equation. Once [Ag+]B and [Cl
–] have been determined, the solubility product can be calculated by
substituting these concentrations into Equation (5). The treatment for silver bromide and silver iodide is
identical.
Table 1 Formation of AgCl
Ag+ + Cl– AgCl (s)
Initial x mol y mol 0 mol
Change −x mol −x mol +x mol
Equilibrium from Nernst eq. y −x mol x mol
(<< x)
The formation constant (also called stability constant) is the equilibrium constant for the formation of
a soluble complex. It is a measure of the strength of the interaction between the reagents that come
together to form the complex. Hence, the larger the formation constant, the more stable the corresponding
complex. In this experiment the formation constant for the silver thiosulfate complex ion ([Ag(S2O3)2
3–])











The treatment is very similar to AgCl, with one exception. Because the complex ion bears a charge, it is a
soluble species and therefore does appear in the equilibrium expression. Although the complex itself is
soluble, it does not dissociate readily into its constituent ions. We will again assume that Ag+ is the limiting
reagent. Thus, if we start with 1.0 mol of Ag+ and add 2.5 mol of S2O3
2–, we will end up with 0.5 mol of
S2O3
2– and 1.0 mol of Ag(S2O3)2
3–. The experimental method for measuring the equilibrium concentration
of Ag+ will be identical to the one employed for AgCl. Once [Ag(S2O3)2
3–], [S2O3
2–], and [Ag+]B have
been determined, the formation constant can be calculated by substituting these concentrations into
Equation (6).
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Table 2 Formation of Ag(S2O3)2
3–
Ag+ + 2 S2O3
2– Ag(S2O3)2
3–
Initial x mol y mol 0 mol
Change −x mol −2x mol +x mol
Equilibrium from Nernst eq. y −2x mol x mol
(<< x)
In Part A, the solubility product constants for the three silver halides and the formation constant for the
silver thiosulfate complex ion will be obtained. In Part B, the concentration of an unknown solution of
silver nitrate will be determined using the Nernst equation. In Part C, the Ksp for silver chloride will be
used to determine the concentration of an unknown solution of potassium chloride.
Procedure
A. Determination of Equilibrium Constants
+ Refer to Figure 1 for the schematic of our galvanic cell setup.
+ Silver nitrate can permanently stain skin and clothing. Handle the solutions carefully. Wear gloves and
goggles at all times.
Figure 1 Galvanic cell setup
1. Add 50 mL of deionized water to each beaker using a 50 mL graduated cylinder.
2. A strip of filter paper saturated with ammonium nitrate will be used as the salt bridge. To make the salt
bridge, dip a strip of filter paper into a beaker containing 1 M ammonium nitrate for several minutes.
3. Add a spin bar to each beaker and place each beaker on top of a magnetic stirrer.
4. Remove the salt bridge from the ammonium nitrate solution with a glass rod. Connect beakers A and B
with the salt bridge as shown in Figure 1. Be sure that both ends of the salt bridge are immersed in the
liquid contained in the beakers.
5. Connect the alligator clips from the digital multimeter to the provided pieces of silver wire.
6. Dip the wire attached to the red lead into beaker A and the wire attached to the black lead (COM) into
beaker B. (Note: This setup assures that the measured cell potential will be positive.) Adjust the silver
wires so that the alligator clips are not in contact with the liquid.
Experiment 6 { Electrochemistry: Silver Ion Equilibrium 55
7. Set your multimeter to the lowest DC voltage setting appropriate for your measurement.
8. Deliver 2.5 mL of 0.100 M AgNO3 to each beaker using a 5 mL pipette and stir both solutions for 30
seconds.
9. Record the cell potential on your data sheet as Ecell (initial). This potential arises due to the small
difference in the concentrations of Ag+ in beakers A and B caused by error in volume measurement. If
you prepared the solutions carefully, the initial potential should be very small (0–10 mV). The initial
potential may be either positive or negative.








10. Start with AgCl. Refer to Table 3 and add the required volume of KCl solution to beaker B.
11. Stir the solution in beaker B for 2 minutes. The potential should stabilize after about 2 minutes.
12. Record the cell potential on your data sheet as Ecell.
13. Use the temperature probe supplied with your multimeter to measure the temperature of beaker B.
Record the temperature on your data sheet.
14. Discard the contents of beaker B in the appropriate waste container and rinse the beaker with deionized
water.
15. Repeat the above procedure for AgBr, AgI, and [Ag(S2O3)2
3–]. Reuse the reference solution in beaker A.
Use a freshly prepared salt bridge for each measurement.
B. Determination of Unknown Silver Nitrate Concentration
+ Review the procedure in Part A. The experimental setup is identical.
1. Add 50 mL of deionized water to each beaker using a 50 mL graduated cylinder.
2. Set up the cell as shown in Figure 1.
3. Deliver 2.5 mL of 0.100 M AgNO3 to beaker A using a 5 mL pipette.
4. Deliver 2.5 mL of the unknown AgNO3 solution to beaker B using a 5 mL pipette. (Note: A clean, sealed
pipette must be used for this step.)
5. Stir both solutions for 30 seconds and record the potential on your data sheet as Ecell.
6. Measure and record the temperature of beaker B.
7. Discard the contents of beaker B in the appropriate waste container.
C. Determination of Unknown Potassium Chloride Concentration
+ It is not necessary to prepare a new reference solution (beaker A). Reuse the reference solution from
Part B.
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1. Add 50 mL of deionized water to beaker B using a 50 mL graduated cylinder.
2. Set up the cell as shown in Figure 1. Bridge beakers A and B with a freshly prepared salt bridge.
3. Deliver 2.5 mL of 0.100 M AgNO3 to beaker B using a 5 mL pipette.
4. Stir the solution in beaker B for 30 seconds and record the initial potential on your data sheet as Ecell
(initial).
5. Deliver 5 mL of 0.100 M KCl solution to beaker B using a 5 mL pipette.
6. Stir the solution in beaker B for 2 minutes. The potential should stabilize after about 2 minutes. Record
this potential on your data sheet as Ecell in the Addition of 0.100 M KCl column.
7. Add 5 mL of the unknown KCl solution to beaker B using a 5 mL pipette.
8. Stir the solution in beaker B for 2 minutes. The potential should stabilize after about 2 minutes. Record
the potential on your data sheet as Ecell in the Addition of Unknown KCl Solution column.
9. Measure and record the temperature of beaker B.
10. Discard the contents of both beakers in the appropriate waste container.
Cleanup and Waste Disposal
All solutions containing silver must be discarded in the appropriate hazardous waste container. Silver
thiosulfate must be placed in its own separate waste bottle. Read the labels carefully. Turn off the
multimeter and return both silver wires to your instructor. Rinse all glassware well. Pipettes are rinsed by
pipetting water up and down, not by attempting to pour water through the top of the pipette. The cotton
plug is there to prevent accidental uptake of liquid into the pump and must not be removed.
Calculations
A. Determination of Equilibrium Constants
• Calculate the Ksp for silver chloride, silver bromide and silver iodide using Equations (4) and (5).
• Calculate the Kf for silver thiosulfate using Equations (4) and (6).
B. Determination of Unknown Silver Nitrate Concentration
• Determine the molarity of the unknown solution of silver nitrate using Equation (4).
C. Determination of Unknown Potassium Chloride Concentration
• Calculate the Ksp for silver chloride using the Ecell value recorded after the addition of 0.100 M potas-
sium chloride solution.
• Using the Ksp value obtained in the previous step, calculate the molarity of the unknown solution of
potassium chloride.
Printed Name Date Section
Report Sheet
Electrochemistry: Silver Ion Equilibrium
Part A
A. Determination of Equilibrium Constants








Printed Name Date Section
Report Sheet
Electrochemistry: Silver Ion Equilibrium
Parts B & C





Molarity of unknown AgNO3 solution
C. Determination of Unknown Potassium Chloride Concentration
Addition of Addition of





Molarity of unknown KCl solution
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Printed Name Date Section
Pre-Lab Assignment
Electrochemistry: Silver Ion Equilibrium
1. Define the following terms: salt bridge, anode, cathode, galvanic cell.
2. Arrange the following compounds in the order of increasing Ksp: AgCl, AgBr, AgI. Explain your reason-
ing.
3. Calculate the potential of the following concentration cell at 25.0 ◦C.
Ag | Ag+(1.00×10−3 M) || Ag+(0.100 M) | Ag
Identify the anode and the cathode in the cell. How would the cell potential change if the concentrations
of Ag+ in both half-cells were doubled? Use the Nernst equation to support your answer.
4. Calculate the unknown concentration of Ag+ if the potential of the following concentration cell is 300
mV at 25.0 ◦C.
Ag | Ag+(unknown) || Ag+(0.100 M) | Ag
5. Explain why ammonium nitrate was chosen as the salt bridge electrolyte in our experiment. (Hint:





A. Using an Analytical Balance
Figure 1 Denver Instruments A-160 Analytical Balance
Analytical balances are used for very accurate, quantitative measurements of mass. The model used in our
laboratory (Figure 1) can be read with accuracy to 0.0001 g. The analytical balance is a delicate and very
expensive instrument (> $2000) that can be easily damaged if misused. The following guidelines must
be observed in order to prevent damage to the balance and to ensure that accurate measurements are
obtained:
1. When using a balance, always use a weighing boat to protect the surface of the weighing pan.
2. The doors in the glass enclosure prevent reading fluctuations due to air currents. These doors must be
closed before taring the balance and measuring the mass of your sample.
3. To function properly, an analytical balance must be perfectly level. Do not move the balance.
4. Analytical balances are sensitive to shock and vibration. Avoid leaning on or bumping into the bench
top while you are using the balance.
5. Never drop an item onto the weighing pan surface. Always place items gently on the weighing pan.
6. No reagent may be transferred to or from the weighing boat while it is on the weighing pan. Move the
weighing boat to the bench top, add or remove the required amount of reagent, then place it back on
the weighing pan.
Operation Instructions:
1. Turn on the balance by pressing the ON/OFF key.
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2. Once the balance is on and has gone through its initial calibration check, place your weighing boat in
the center of the weighing pan. Slide the doors closed. Wait for the unstable indicator (U) to disappear
and press the TARE key. After a few seconds, the digital display should read 0.0000 g. It is normal to
observe slight fluctuation in the last digit.
3. Place your sample in the weighing boat. Slide the doors closed. Wait for the unstable indicator (U) to
disappear and read the mass.
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B. Using Graduated Glassware
Beakers and graduated cylinders are two of the most common types of graduated glassware that are found
in the laboratory. Graduated cylinders are used for measuring volumes of liquids. Beakers are typically
used for mixing, stirring, and heating liquids. Although graduated cylinders are less accurate than pipettes
or burets of comparable volume, they are far more accurate than beakers. For example, the uncertainty of
a typical 50 mL graduated cylinder is ±0.5 mL (1%). By comparison, the uncertainty of a 50 mL beaker
is ±5 mL (10%). Due to the large uncertainty in volume calibration, beakers are generally not used for
























Figure 2 Reading volume on a 50 mL graduated cylinder and a 250 mL beaker
1. When using graduated glassware, first ensure that it is clean and in good condition. Cracked or chipped
glassware presents an injury hazard. Discard any damaged glassware in the broken glass disposal box
and ask your instructor for a replacement.
2. Fill the graduated container to the desired volume.
3. Most liquids in glass containers form a meniscus – a curve on the surface of a liquid due to surface
tension between the liquid and the sides of the container. For most liquids, the meniscus is concave –
that is, it appears as a downward curve. To determine the volume of a liquid in a glass container, one
must read the bottom of the meniscus. With plastic containers there is usually no meniscus, and the
liquid surface is flat.
4. Looking at the meniscus at eye level, read the graduations to one place past the last identified gradua-
tion mark. For example, the graduated cylinder in Figure 2 is graduated to 1 mL. The volume of the
liquid in the graduated cylinder is between 40.0 and 41.0 mL. We can estimate the volume to be 40.2
mL.
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C. Using a Buret
A buret is used when performing titrations or when small amounts of liquid need to be delivered accurately.
Burets are considerably more accurate than graduated cylinders. The uncertainty of a typical 50 mL buret
is only ±0.05 mL (0.1%). Burets consist of a long graduated glass tube with a valve called stopcock at the
end. The stopcock gives the user very fine control over the flow from the buret, making it possible to











Figure 3 Reading volume on a 50 mL buret
1. Close the stopcock. This can be done by turning the stopcock until it is perpendicular to the body of
the buret. You may need to put a small amount of water in the buret to ensure that the stopcock does
not leak.
2. Add a small amount (~10 mL) of your titrant to the buret and rinse the barrel by rotating it in a tilted
position. Be careful not to hit the buret on the sink or any other object. Drain the rinse solution through
the stopcock.
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3. Add your titrant to a level above the zero marking.
4. Open the stopcock briefly to allow a small amount of liquid to pass through the tip. This fills the tip of
the buret, expelling any trapped air bubbles. Air bubbles erroneously add to the measured volume.
Keep in mind that the initial volume does not need to be exactly 0.00 mL. Filling the buret near the top
is sufficient for use in titrations. Wait approximately a minute for the liquid to drain down the sides
into the bulk of the liquid.
5. Record the initial volume of liquid in the buret. Each graduation mark on the buret corresponds to 0.1
mL. Estimate the fractional distance between two marks to obtain a reading to the nearest 0.02 mL. For
example, the position of the meniscus for the buret in Figure 3 is 48.44 mL. It is important to read the
meniscus at the proper angle. The apparent position of the meniscus changes depending on the angle
at which you look at it. To make an accurate reading, the eye must be level with the meniscus. To ensure
this, look at the buret so that the front of the graduation mark nearest the meniscus is superimposed
on the back of this same mark, and your eyes see only a single line.
6. Carefully open the stopcock to release the desired volume of liquid. Wait approximately a minute for
the liquid to drain down the sides into the bulk of the liquid. Record the final volume of liquid in the
buret. To determine the amount of liquid released from the buret, subtract the final volume from the
initial volume.
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D. Using a Serological Pipette
Pipettes are used in the laboratory to acquire very precise volumes of liquid. In general, pipettes are






Figure 4 Pipette pump
To insert a pipette:
1. Depress the plunger.
2. Insert the pipette into the collar of the pipette pump.
3. Push the pipette gently past the stabilizing mechanism inside the pump’s collar until it is well seated in
the soft chuck. A gentle twisting motion will ease insertion of the pipette.
To pipette:
1. Rotate the wheel half a turn before placing the tip of the pipette in the liquid.
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2. Place the tip of the pipette in the liquid and rotate the thumbwheel to draw liquid into the pipette.
3. Stop rotating the thumbwheel when the required volume has been aspirated. Note that the pipette has
two sets of graduations (ascending and descending) – do not confuse them.
4. To release the liquid drop by drop, turn the wheel slowly in the opposite direction.
5. For fast release of the liquid, press the quick release lever until the pipette is empty.
6. The small amount of liquid left in the tip of a serological pipette must be blown out in order to deliver
the intended volume as accurately as possible. This is done by touching the tip to side of the vessel to
which the liquid is being transferred and rotating the thumbwheel until the plunger is fully lowered.
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E. Using a Volumetric Flask
Volumetric flasks are calibrated to contain a very accurate volume of liquid at a certain temperature
(usually 20 ◦C). These flasks consist of a bulbous base with a narrow neck that enables precise positioning
of the meniscus. The neck contains a calibration line which corresponds to the nominal volume of the
volumetric flask.
Calibration line
Figure 5 Volumetric flask
1. Clean the flask by rinsing it several times with the solvent that will be used to prepare the solution
(usually deionized water).
2. Dispense the desired amount of solute into the volumetric flask. If you are preparing a solution of
a solid compound, the solute is generally first dissolved in a smaller volume of solvent in another
container, such as a beaker. The resulting solution is then transferred quantitatively to the volumetric
flask.
3. Add solvent to just below the neck of the flask. Cap the flask and invert it several times to mix the
contents.
4. Wait a minute or two for the air bubbles to escape and for the solution to drain down the sides into the
bulk of the liquid.
5. Using a wash bottle, carefully fill the flask to the calibration line. The bottom of the meniscus should
line up with calibration line.



















Figure 1 Spectronic 20D+
1. Turn on the instrument by turning the power switch clockwise. Allow the spectrophotometer to warm
up for at least 15 minutes.
2. After the warm up period, set the desired wavelength with the wavelength control knob.
3. Make sure that the wavelength range selector is set to the appropriate position.
4. Adjust the 0%T control (knob on the front left side of the instrument) until the display reads 0%T. Make
sure that the sample compartment is empty and the lid is closed. (Note: A flashing display indicates
either that the absorbance is out of range or that an adjustment of the transmittance/absorbance control
is required.In the latter case, several complete turns of the trasmittance/absorbance control knob may be
required to return to the proper range.)
5. Set the display mode to Absorbance by pressing the mode selector key until the appropriate indicator
LED is lit.
6. Fill a clean cell with the blank solution. Wipe the sides of the cell with a tissue to remove liquid droplets,
dust and fingerprints.
7. Place the cell in the sample compartment. Press the cell firmly into the sample compartment and close
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the lid. (Note: A plastic cuvette holder must be used with square cuvettes.)
8. Adjust the transmittance/absorbance control (knob on the right side of the instrument) until the
display reads 0.00A.
9. Remove the blank cell from the sample compartment.
10. Insert the first sample into the sample compartment and close the lid. Read the absorbance from the
display.
11. Remove the cell from the sample compartment and repeat steps 10-11 for the remaining samples. If
more than 5 minutes has elapsed between measurements, the calibration should be checked with the
blank and adjusted if necessary.
12. After all measurements have been performed, turn off the spectrophotometer by turning the power
switch counterclockwise until it clicks.
